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8 CHEMISTRY AND ELECTRICITY____________________________________________________

8.1 CHEMISTRY AND ELECTRICITY

Electricity can have a strong effect on chemical systems. For example, passing
electricity through a solution of sodium sulfate in water breaks the water down into
H2 gas and O2 gas. In Section 6.3 it was discussed how solutions of completely
ionized strong electrolytes conduct electricity well, weak electrolytes conduct it
poorly, and nonelectrolytes not at all. Electrical current basically involves the
activity of electrons, as well as their flow and exchange between chemical species.
Since electrons are so important in determining the chemical bonding and behavior
of atoms, it is not surprising that electricity is strongly involved with many chemical
processes.

The exchange of electrons between chemical species is part of the more general
phenomenon of oxidation-reduction, which is defined in more detail in Section 8.2.
Oxidation-reduction processes are of particular importance in environmental chem-
istry. Organic pollutants are degraded and nutrient organic matter utilized for energy
and as a carbon source for biomass by oxidation-reduction reactions involving fungi
in water and soil. The nature of inorganic species in water and soil depends upon
whether the medium is oxidizing (oxygen present, low electron activity) or reducing
(O2 absent, high electron activity). Strong oxidants, such as ozone (O3), and organic
peroxides formed by photochemical processes in polluted atmospheres, are noxious
pollutants present in photochemical smog.  

The flow of electricity through a chemical system can cause chemical reactions
to occur. Similarly, chemical reactions may be used to produce electricity. Such
phenomena are called electrochemical phenomena and are covered under the
category of electrochemistry. Examples of electrochemistry abound. The trans-
mission of nerve impulses in animals, and even human thought processes, are
essentially electrochemical. A dry cell produces electricity from chemical reactions.
An automobile storage battery stores electrical energy as chemical energy, and
reverses the process when it is discharged. An electrochemical process called
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electrodialysis can be used for the purification of water. The analytical chemist can
use an electrical potential developed at a probe called a glass electrode to measure
the pH of water. Obviously, the electrical aspects of chemistry are important; they
are covered in this chapter.

7 . 00

pH

Electrodialysis

Figure 8.1  The interaction of electricity and chemistry is an important phenomenon in many areas.

8.2 OXIDATION AND REDUCTION

It has been seen that many chemical reactions can be regarded as the transfer of
electrically charged electrons from one atom to another. Such a transfer can be
arranged to occur through a wire connected to an electrode in contact with atoms that
either gain or lose electrons. In that way, electricity can be used to bring about
chemical reactions, or chemical reactions can be used to generate electricity. First,
however, consider the transfer of electrons between atoms that are in contact with
each other.

An oxygen atom, which has a strong appetite for electrons, accepts 2 valence
(outer shell) electrons from a calcium atom,
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Ca     +      O                 Ca2+   O2-

Figure 8.2   Oxygen atoms have a strong tendency to accept electrons, and an atom that has lost
electrons is said to be oxidized.

to form a calcium ion, Ca2+, and an oxide ion, O2-. The loss of electrons by the
calcium atom is called oxidation, and it is said to have been oxidized. These terms
are derived from the name of oxygen because of its tendency to take electrons from
other atoms, such as calcium. The gain of electrons by the oxygen is called
reduction, and the oxygen atom has been reduced; atoms that gain electrons in a
transfer such as this are always reduced. The overall reaction is called an oxidation-
reduction reaction, sometimes abbreviated as redox. Oxidation and reduction
always occur together. Whenever something is oxidized, something else is always
reduced. In this case, Ca is oxidized when O is reduced. 

It is easy to see what is meant by oxidation and reduction when there is a transfer
of electrons to form ionic bonds (see Section 4.3). However, the concept can be
extended to compounds that are bonded together by covalent bonds. For example,
when H combines with O to form H2O,
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+ O :
.H
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H.

.
.

. . (8.2.1)

electrons are shared between H and O atoms in the covalent bonds joining them
together. However, the sharing is not equal because the O atom has a much stronger
tendency to grab onto electrons. Therefore, the O atom is regarded as “taking” an
electron from each of the H atoms. If O really did take both of these electrons
completely away from H, it would have a -2 charge. Although the oxygen does not
have a charge as such, the oxygen atom in H2O is assigned an oxidation number with
a value of -2 because of its tendency to attract the 2 electrons from the 2 H atoms.
The oxidation number is the hypothetical charge that an atom would have if it gained
or lost a particular number of electrons when it formed a chemical coumpound. In
virtually all cases encountered in this book, the oxidation number of chemically
combined O is -2. In H2O, each H atom can be visualized as losing its electron to the
O atom because of the unequal sharing. This gives H an oxidation number of +1. In
practically all the compounds encountered in this book, the oxidation number of
chemically combined H is +1.

The oxidation number of any element is zero in the elemental form. Therefore,
the oxidation number of O in O2 is zero, and the oxidation number of H in H2  is
zero.

Figure 8.3 gives the oxidation numbers of the chemically combined forms of the
first 20 elements in the periodic table. From this table, observe that the chemically
combined forms of the elements in the far left column (H plus the alkali metals, Li,
Na, and K) have an oxidation number of +1. Those in the next column over (the
alkaline earths, Be, Mg, and Ca) have an oxidation number of +2 and those in the
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following column (B and Al) have an oxidation number of +3. It has already been
mentioned that O almost always has an oxidation number of -2. That of F is always
-1. The oxidation number of chemically combined Cl is generally -1. As shown in
Figure 8.3, the oxidation numbers of the other elements are variable.
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Figure 8.3  Common oxidation numbers of the chemically combined forms of the first 20 elements
(small bold-faced numbers).

Table 8.1  Oxidation Numbers of Elements in Some Compounds and Ions                                                                                                                                        

Element whose oxidation
Compound or ion number is to be calculated Oxidation number of element                                                                                                                                        

SO2 S +4

SO3 S +6

NH3 N -3

CH4 C -4

HNO3 N +5

Na3PO4 P +5

CO3
2- C +4

NO2
- N +3

                                                                                                                                        

Even though the oxidation numbers of some elements vary, they can usually be
figured out by applying the following rules:

• The sum of the oxidation numbers of the elements in a compound
equals 0.

• The sum of the oxidation numbers of the elements in an ion equals the
charge on the ion.

The application of these rules can be seen in Table 8.1. For each compound in this
table, the oxidation number of each element, except for one, is definitely known. For
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example, in SO2, each O has an oxidation number of -2. There are 2 Os for a total of
-4. The -4 must be balanced with a +4 for S. In SO3, the total of -6 for 6 Os, each
with an oxidation number of -2, must be balanced with a +6 for S. In Na3PO4, each
Na has an oxidation number of +1, and each O has -2. Therefore, the oxidation
number of P is calculated as follows:

3 Na times +1 per Na  =  +3
4 O times -2 per O  =  -8

That leaves a sum of -5, which must be balanced with a +5                     

(+3 for 3 Na) + (x for 1 P) + (-8 for 4 O) = 0

x = oxidation number of P = 0 -3 + 8 = 5 (8.2.2)

In the NO2
- ion, each of the 2 Os has an oxidation number of -2, for a total of -4. The

whole ion has a net charge of -1, so that the oxidation number of N is only +3.

8.3 OXIDATION-REDUCTION IN SOLUTION

Many important oxidation-reduction reactions occur involving species dissolved
in solution. Many years ago, a struggling college student worked during the summer
in a petroleum refinery to earn money for the coming academic year. One of the
duties assigned to the labor gang at that time involved carrying a solution of copper
sulfate, CuSO4, dissolved in water, from one place to another. Castoff steel buckets
were used for that purpose. After about the fifth or sixth trip, the bottom would drop
out of the bucket, spilling the copper sulfate solution on the ground. This unfor-
tunate phenomenon can be explained by an oxidation-reduction reaction. CuSO4 dis-

Figure 8.4  A solution of CuSO4 in a steel bucket soon eats its way through the steel, allowing a
leak to occur.
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solved in water, is present as Cu2+ and SO4
2- ions. The Cu2+ ion acts as an oxidizing

agent and reacts with the iron (Fe) in the bucket as follows:

   Cu2+  +  SO4
2-  +  Fe    →    Fe2+  +  SO4

2-  +  Cu (8.3.1)
copper(II) sulfate                 iron(II) sulfate

This results in the formation of a solution of iron(II) sulfate and leaves little pieces
of copper metal in the bottom of the bucket. A hole is eventually eaten through the
side or bottom of the bucket as the iron goes into solution. 

The kind of reaction just described is used in a process called cementation to
purify some industrial wastewaters that contain dissolved metal ions. The water is
allowed to flow over iron scraps, and so-called heavy metal ions, such as Cu2+, Cd2+,
and Pb2+ precipitate from solution as they are replaced by Fe2+. Cementation results
in the replacement of poisonous heavy metal ions in solution by relatively harmless
iron.

The reaction of iron and copper sulfate involves the transfer of electrons. These
electrons can be forced to go through a wire as electricity and do useful work. To do
that, an electrochemical cell would be set up as shown in Figure 8.5.

As may be seen, Cu and a CuSO4 solution are kept in a container that is sepa-
rated from a bar of Fe dipping into a solution of FeSO4. These two containers are
called half-cells. On the left side, Cu2+ is reduced to Cu by the reduction half-
reaction,

Cu2+  +  2e-   →   Cu (8.3.2)

Cu Fe

Cu2+  SO4
2-

Fe2+  SO4
2-

Salt bridge (Na2SO4) e-

e-e-

Figure 8.5  An electrochemical cell

The electrons required for the reduction of Cu2+ are picked up from the bar of
copper. On the right side, Fe is oxidized by the oxidation half-reaction,

Fe   →   Fe2+  +  2e- (8.3.3)

In this case the electrons are left behind on the iron bar, and they go through a wire
to the copper bar. In so doing, they may be forced through a light bulb or electric
motor and made to do useful work. This is an example of the conversion of chemical
energy to electrical energy. The salt bridge shown in Figure 8.5 is just a tube filled
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with a solution of a salt, such as Na2SO4. It completes the circuit by allowing
charged ions to move between the two half-cells so that neither has an excess of
positive or negative charge. The two half-reactions can be added together, 

Cu2+  +  2e   →   Cu

Fe   →   Fe2+   +   2e                                               
Cu2+  +  Fe   →   Fe2+  +  Cu (8.3.4)

to give the total reaction that occurs in the electrochemical cell. Recall that it is the
same reaction that occurs when CuSO4 solution contacts iron in a steel bucket (when
that reaction was written, SO4

2- was shown as a spectator ion—one that does not
take part in the reaction).

For an electrical current to flow and light up the bulb shown in Figure 8.5, there
must be a voltage difference (difference in electrical potential) between the iron and
copper bar. These bars are used to transfer electrons between a wire and solution,
and in this case, they actually participate in the oxidation-reduction reaction that
occurs. The metal bars are called electrodes. Because this cell is used to generate a
voltage and to extract electricity from a chemical reaction, it is called a voltaic cell.

8.4 THE DRY CELL

Dry cells are used as sources of portable electrical energy for flashlights, radios,
portable instruments, and many other devices. As shown in Figure 8.6, a dry cell
consists of a graphite (carbon) rod in the center of a zinc cylinder, which is filled
with a moist paste of manganese dioxide, ammonium chloride, and carbon black. The

+ -

Graphite
electrode

Moist paste of
MnO2, NH4Cl,
and carbon black

Zinc shell

TerminalsInsulation

Figure 8.6  The dry cell.
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carbon rod and the zinc cylinder make up the two electrodes in the dry cell. When
the two terminals on the electrodes are connected, such as through an electrical
circuit powering a portable radio, half-reactions occur at both electrodes. At the
graphite electrode the half-reaction is, 

MnO2(s)  +  NH4
+(aq)  +  e-   →   MnO(OH)(s)  +  NH3(aq) (8.4.1) 

where abbreviations have been used to show which of the materials are solids (s)
and which are dissolved in water (aq). This half-reaction takes negatively charged
electrons away from the graphite electrode, leaving it with a + charge. It is a
reduction half-reaction. The electrode at which reduction occurs is always called the
cathode. Therefore, the graphite rod is the cathode in a dry cell. The half-reaction
that occurs at the zinc electrode is, 

Zn(s)   →   Zn2+(aq)  +  2e- (8.4.2)

This reaction leaves a surplus of negatively charged electrons on the zinc electrode,
so that it has a - charge. It is an oxidation reaction. The electrode at which oxidation
occurs in an electrochemical cell is always called the anode. If the two electrodes
are connected, electrons will flow from the zinc anode to the carbon cathode. Such a
flow of electrons is an electrical current from which useful work can be extracted.
Every time 2 MnO2 molecules are reduced, as shown in the first half-reaction, one
Zn is oxidized. Therefore, the overall oxidation-reduction reaction is obtained by
multiplying everything in the reduction half-reaction at the cathode by 2 and adding
it to the oxidation half-reaction that occurs at the anode. The 2 e- cancel on both
sides of the equation yielding the following overall oxidation-reduction reaction:

2MnO2(s)  +  2NH4
+(aq)  +  Zn(s)    →   

Zn2+(aq)  +  2MnO(OH)(s)  +  2NH3(aq) (8.4.3) 

8.5 STORAGE BATTERIES

One of society’s generally faithful technological servants is the lead storage
battery used in automobiles. This kind of battery provides a steady source of
electricity for starting, lights, and other electrical devices on the automobile. Unlike
the electrochemical cells already discussed, it can both store electrical energy as
chemical energy and convert chemical energy to electrical energy. In the former
case, it is being charged, and in the latter case it is being discharged. 

A 12-volt lead storage battery actually consists of 6 electrochemical cells, each
delivering 2 volts. The simplest unit of a lead storage battery that can be visualized
consists, in the charged state, of two lead grids, one of which is covered by a layer of
lead dioxide, PbO2. These two electrodes are immersed in a sulfuric acid solution, as
shown in Figure 8.7. When the battery is discharged, the pure lead electrode acts as
an anode where the oxidation reaction occurs. This reaction is,

Pb  +  SO4
2-   →    PbSO4  +  2e-   (8.5.1) 
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Positively charged
PbO2-covered electrode

H2SO4 solution

Negatively charged
Pb electrode

Battery container outlined by
dashed line

Figure 8.7  Two electrodes from a lead storage battery.

in which a layer of solid lead sulfate, PbSO4, is plated onto the lead electrode. The
PbO2 on the other electrode is reduced as part of the cathode reaction:

PbO2  +  4H+  +  SO4
2-  +  2e-   →    PbSO4  +  2H2O (8.5.2)

The electrons needed by this half-reaction are those produced at the anode. These
electrons are forced to go through the battery leads and through the automobile’s
electrical system to do useful work. Adding these two half-reactions together gives
the overall reaction that occurs as the battery is discharged:

Pb  +  PbO2  +  4H+  +  2SO4
2-   →    2PbSO4   +  2H2O (8.5.3)

As the battery is discharged, solid PbSO4 is deposited on both electrodes. 
As the battery is charged, everything is reversed. The half-reactions and overall

reaction are,

Cathode:  PbSO4  +  2e-   →   Pb  +  SO4
2-

Anode:  PbSO4  +  2H2O   →   PbO2  +  4H+  +  SO4
2-  +  2e-

_____________________________________________________
Overall:  2PbSO4  +  2H2O   →   Pb  +  PbO2  +  4H+  +  2SO4

2- (8.5.4)

Another kind of battery that is frequently used is the rechargeable nickel-cad-
mium battery employed in electronic calculators, electronic camera flash attach-
ments, and other applications. During discharge, the reactions that occur in this
battery are,
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Cathode:  NiO2  +  2H2O  +  2e-   →   Ni(OH)2  +  2OH-

Anode:  Cd  +  2OH-   →   Cd(OH)2  +  2e-
_________________________________________________

Overall:  Cd  +  NiO2  +  2H2O   →   Cd(OH)2  +  Ni(OH)2 (8.5.5)

As the battery is being charged, both half-reactions and the overall reaction are
simply reversed. Larger versions of the “Nicad” battery are used in some auto-
mobiles and motorcycles.

High-capacity, readily charged storage batteries are very important to the success
of newly developing electrically powered vehicles. The successful development and
widespread use of such vehicles would be very helpful in alleviating atmospheric
pollution problems, such as carbon monoxide emissions and photochemical smog. 

8.6 USING ELECTRICITY TO MAKE
CHEMICAL  REACTIONS OCCUR

Electricity is commonly used as an energy source to make chemical reactions
occur that do not occur by themselves. Such a reaction is called an electrolytic
reaction. The cell in which it occurs is an electrolytic cell (Figure 8.8). A direct
electrical current passing through a solution of a salt in water causes the water to
break up and form H2 and O2. The process can now be examined in a little more
detail. As always, oxidation occurs at the anode. In this case, the external electrical

+ -

e-

H2O2

2H2O      4H+ +  O2 + 4e- 2H2O + 2e-       H2 + 2OH-

Solution of Na2SO4
dissolved in H2O

Figure 8.8  The electrolysis of water to form H2 and O2.
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power supply withdraws electrons from the anode, which in turn takes electrons
away from water, as shown for the following oxidation half-reaction:

2H2O   →   4H+  +  O2(g)  +  4e- (8.6.1)

As a result, oxygen gas, O2, is given off at the anode. The power supply forces
electrons onto the cathode, where the following reduction half-reaction occurs

2H2O  +  2e-   →   H2(g)  +  2OH- (8.6.2)

As a result, hydrogen gas is produced at the cathode. The H+ ions produced at the
anode and the OH- ions produced at the cathode combine according to the neutral-
ization reaction,

H+  +  OH-   →   H2O (8.6.3)

The overall electrolysis reaction is,

2H2O  +  electrical energy   →   2H2(g)  +  O2(g) (8.6.4)

Electrolytic processes are widely used to manufacture chemicals. One of the
simplest of these is the Downs process for manufacturing liquid sodium. This
chemically active metal is used to synthesize organic compounds, such as tetraethyl
lead once widely used as a gasoline additive, and in many other applications. It is
made by passing an electrical current through melted sodium chloride, as shown in
Figure 8.9.

e-

Cl2

2Cl-        Cl2(g) + 2e-

+ -

Barrier

Molten NaCl

Na+ + e-     Na

Cl2
Liquid Na metal
floating on molten
NaCl

Figure 8.9  Electrolysis of melted NaCl to produce liquid sodium metal and chlorine gas.
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Electrons forced onto the iron cathode by the external source of electricity bring
about the reduction half-reaction,

Na+  +  e-   →   Na (8.6.5)

Withdrawal of electrons from the graphite anode by the external electrical circuit
applies the driving force for the oxidation half-reaction:

2Cl-   →   Cl2(g)  +  2e- (8.6.6)

The overall oxidation-reduction reaction is,

2Na+  +  2Cl-   →   2Na  +  Cl2(g) (8.6.7)

In industrial practice, a Downs cell is especially designed to prevent contact of the
Na and Cl2, which would, of course, react violently with each other.

The Cl2 that is produced during the manufacture of liquid Na is a valuable
byproduct that is used to manufacture chlorinated solvents, pesticides, and in other
applications. Far more Cl2 is needed than sodium. More economical processes
involving the electrolysis of NaCl solutions in water are used to manufacture Cl2
along with NaOH.

8.7 ELECTROPLATING 

One of the most common uses of electrochemistry is the plating of a thin layer of
an expensive or attractive metal onto a base of cheaper metal. The shiny layer of
chromium metal that used to be very common on automobile bumpers and other trim
before it became too expensive for this application is plated onto steel with an
electrochemical process. A thin layer of silver is commonly plated onto “silverware”
to make eating utensils look like the “real thing” using an electrochemical process.
The use of electrochemistry for plating metals onto surfaces is called electroplating.

Many electroplating processes are actually quite complicated. However, an idea
of how these processes work can be gained by considering the electroplating of
silver metal onto a copper object, as shown in Figure 8.10. The copper object and a
piece of silver metal make up the two electrodes. They are dipped into a solution
containing dissolved silver nitrate, AgNO3, and other additives that result in a
smooth deposit of silver metal. Silver ion in solution is reduced at the negatively
charged cathode,

Ag+  +  e-   →   Ag (8.7.1)

leaving a thin layer of silver metal. The silver ion is replaced in solution by oxidation
of silver metal at the silver metal anode:

Ag   →   Ag+  +  e- (8.7.2)

Electroplating is commonly used to prevent corrosion (rusting) of metal. Zinc
metal electroplated onto steel prevents rust. The corrosion of “tin cans” is inhibited
by a very thin layer of tin plated onto rolled steel.
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Ag+ +  e-                      AgCu surface

Silver from Ag
anode dissolves,
Ag        Ag+ + e-

Figure 8.10  Electrochemical cell for electroplating silver onto copper.

8.8 FUEL CELLS

Current methods for the conversion of chemical energy to electrical energy are
rather cumbersome and wasteful. Typically, coal is burned in a boiler to generate
steam, the steam goes through a turbine, the turbine drives a generator, and the
generator produces electricity. This whole process wastes about 60% of the energy
originally in the coal. More energy is wasted in transmitting electricity through
power lines to users. It is easy to see the desirability of converting chemical energy
directly to electricity. This can be done in fuel cells.

A fuel cell that uses the chemical combination of H2 and O2 to produce electricity
directly from a chemical reaction is shown in Figure 8.11. This device consists of
two porous graphite (carbon) electrodes dipping into a solution of potassium
hydroxide, KOH. At the anode, H2 is oxidized, giving up electrons, and at the
cathode, O2 is reduced, taking up electrons. The two half-reactions and the overall
chemical reaction are,

Anode:  2H2  +  4OH-   →   4H2O  +  4e-

Cathode:  O2  +  2H2O  +  4e-   →   4OH-
___________________________________

Overall:  2H2  +  O2   →   2H2O (8.8.1)

This reaction obviously provides a non-polluting source of energy. Unfortunately,
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both hydrogen and oxygen are rather expensive to generate. 

+ -

O2 H2

OH-

KOH electrolyte solution

Porous anode at
which electrons are
given off by the
reaction:

Porous cathode at
which electrons are
taken up by the
reaction:

Net reaction:  2H2 + O2           2H2O

O2 + 2H2O + 4e-
                          4OH-

2H2 + 4OH-
             4H2O + 4e-

Figure 8.11  Fuel cell for direct production of electricity by oxidation of hydrogen.

8.9 SOLAR CELLS

The direct conversion of light energy to electrical energy can be accomplished in
photovoltaic cells, also called solar cells . These consist basically of two layers of
silicon, Si, one doped with about 1 atom per million of arsenic, As, and the other
doped with about 1 atom per million of boron, B. To understand what happens,
consider the Lewis symbols of the three elements involved:

B.. ..

.
.. .

.
..

.
Si As

As shown by its Lewis symbol above and discussed in Chapter 3, each silicon atom
has 4 valence electrons. In a crystal of Si, each of the silicon atoms is covalently
bonded to 4 other Si atoms, as shown in Figure 8.12. If a B atom replaces one of the
Si atoms, the 3 valence electrons in B result in a shortage of 1 electron, leaving what
is called a positive hole. Each As atom has 5 valence electrons, so that replacement
of one of the Si atoms by As leaves a surplus of 1 electron, which can move about in
the Si crystal. A layer of Si atoms doped with As makes up a donor layer because of
the “extra” valence electron introduced by each As, atom and Si doped with B makes
up an acceptor layer because each B atom has 1 less valence electron than does each
Si atom. When two such layers are placed in contact, the positive holes near the
surface of the acceptor layer become filled with excess electrons from the donor
layer. Nothing else happens unless light falls on the solar cell. This light provides the
energy required to push electrons back across the boundary. These electrons can be
withdrawn by a wire from the donor layer and returned by a wire to the acceptor
layer, resulting in a flow of usable electrical current.
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Si      Si      Si

Si      B       Si

Si      Si      Si
Si

Si      Si      Si

Si      As     Si

Si      Si      Si
Si

Positive hole from
boron atom

Extra electron
from arsenic

e-

e-

Sun

Figure 8.12  A photovoltaic cell. Note the positive hole,  , at the site of the B atom, and the extra
electron around the As atom.

8.10 REACTION TENDENCY

It has already been seen that whole oxidation-reduction reactions can be con-
structed from half-reactions. The direction in which a reaction goes is a function of
the relative tendencies of its constituent half-reactions to go to the right or left. These
tendencies, in turn, depend upon the concentrations of the half-reaction reactants and
products and their relative tendencies to gain or lose electrons. The latter is
expressed by a standard electrode potential, E0. The tendency of the whole
reaction to proceed to the right as written is calculated from the Nernst equation,
which contains both E0 and the concentrations of the the reaction participants. These
concepts are explained further in this section and the following section.

Measurement of E0

To visualize the measurement of E0, consider the electrochemical cell shown in
Figure 8.13. When the two electrodes are connected by an electrical conductor, the
reaction

2Ag+  +  H2  ←→  2H+  +  2Ag (8.10.1)
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occurs in which hydrogen gas would reduce silver ion to silver metal. This reaction
is composed of the two following half-reactions:

2Ag+  +  2e-  ←→  2Ag E0 = 0.7994 volt (8.10.2)

-(2H+  +  2e-  ←→  H2 E0 = 0.00 volt) (8.10.3)
                                                                                          

2Ag+  +  H2  ←→  2H+  +  2Ag E0 = 0.7994 volt (8.10.1)

H2

Pt

Ag
Ag+        NO3

-H+    Cl-

Salt bridge

E

Figure 8.13  Electrochemical cell in which the reaction  2Ag+  +  H2  ←→  2Ag  +  2H+ can be
carried out in two half-cells.

 
If, in the cell shown in Figure 8.13, the activities of both Ag+ and H+ were exactly 1
(approximated by concentrations of 1 mol/L) and the pressure of H2 exactly 1 atm,
the potential registered between the two electrodes by a voltmeter, “E,” would be
0.7994 volt. The platinum electrode, which serves as a conducting surface to
exchange electrons, would be negative because of the prevalent tendency for H2
molecules to leave negatively-charged electrons behind on it as they go into solution
as H+ ions. The silver electrode would be positive because of the prevalent tendency
for Ag+ ions to pick up electrons from it and to be deposited as Ag atoms. 

The left electrode shown in Figure 8.13 is of particular importance because it is
the standard electrode against which all other electrode potentials are compared. It is
called the standard hydrogen electrode, SHE and has been assigned a value of
exactly 0 volts by convention; its half-reaction is written as the following:

2H+  +  2e-  ←→  H2 E0 = +0.00 volts (8.10.3)

The measured potential of the right-hand electrode in Figure 8.13 versus the standard
hydrogen electrode is called the electrode potential, E. If Ag+ and other ions in
solution are at unit activity (approximated by a concentration of 1 mole/liter), the
potential is the standard electrode potential, E0. The standard electrode potential
for the Ag+/Ag couple is 0.7994 volt, expressed conventionally as follows:

Ag+  +  e-  ←→  Ag E0 = 0.7994 volt (8.10.2) 
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E0 Values and Reaction Tendency

Recall that half-reactions can be combined to give whole reactions and that half-
reactions can occur in separate half-cells of an electrochemical cell. The inherent
tendency of a half-reaction to occur is expressed by a characteristic E0 value. In
favorable cases, E0s of half-reactions can be measured directly versus a standard
hydrogen electrode by a cell such as the one shown in Figure 8.13, or they can be
calculated from thermodynamic data. Several half-reactions and their E0 values are
given below:

Cl2  +  2e-  ←→  2Cl- E0 = 1.359 volt (8.10.4)

O2  +  4H+  +  4e-  ←→  2H2O E0 = 1.229 volt (8.10.5)

Ag+  +  e-  ←→  Ag E0 = 0.7994 volt (8.10.2)

Fe3+  +  e-  ←→  Fe2+ E0 = 0.771 volt (8.10.6)

Cu2+  +  2e-  ←→  Cu E0 = 0.337 volt (8.10.7)

2H+  +  2e-  ←→  H2 E0 = 0.00 volt (8.10.3)

Pb2+  +  2e-  ←→  Pb E0 = -0.126 volt (8.10.8)

Zn2+  +  2e-  ←→  Zn E0 = -0.763 volt (8.10.9)

Basically, the E0 values of these half-reactions express the tendency for the reduction
half-reaction to occur when all reactants and products are present at unit activity; the
more positive the value of E0, the greater the tendency of the reduction half-reaction
to proceed. (In a simplified sense, the activity of a substance is 1 when its concentra-
tion in aqueous solution is 1 mole/liter, its pressure as a gas is 1 atm, or it is present
as a solid.) With these points in mind, examination of the E0 values above show the
following:

• The highest value of E0 shown above is for the reduction of Cl2 gas to Cl-

ion. This is consistent with the strong oxidizing tendency of Cl2; chlorine
much “prefers” to exist as chloride ion rather than highly reactive Cl2 gas.

• The comparatively high E0 value of 0.7994 volt for the reduction of Ag+

ion to Ag metal indicates that silver is relatively stable as a metal, which is
consistent with its uses in jewelry and other applications where resistance
to oxidation is important. 

• The value of exactly E0 = 0.000 volt is assigned by convention for the
half-reaction in which H+ ion is reduced to H2 gas; all other E0s are rela-
tive to this value.

• The lowest (most negative) E0 value shown above is -0.763 volt for the
half-reaction Zn2+  +  2e-  ←→  Zn. This reflects the strong tendency for
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zinc to leave the metallic state and become zinc ion; that is, the half
reaction tends to lie strongly to the left. Since zinc metal gives up elec-
trons when it is oxidized to Zn2+ ion, zinc metal is a good reducing agent.

Half-reactions and their E0 values can be used to explain observations such as
the following: A solution of Cu2+ flows through a lead pipe and the lead acquires a
layer of copper metal through the reaction

Cu2+  +  Pb  →  Cu  +  Pb2+ (8.10.10)

This reaction occurs because the copper(II) ion has a greater tendency to acquire
electrons than the lead ion has to retain them. This reaction can be obtained by
subtracting the lead half-reaction, Equation 8.10.8, from the copper half-reaction,
Equation 8.10.7:

Cu2+  +  2e-  ←→  Cu E0 = 0.337 volt

-(Pb2+  +  2e-  ←→  Pb E0 = -0.126 volt)                                                                                 

Cu2+  +  Pb  ←→  Cu  +  Pb2+ E0 = 0.463 volt (8.10.10)

The appropriate mathematical manipulation of the E0s of the half-reactions enables
calculation of an E0 for the overall reaction, the positive value of which indicates that
Reaction 8.10.10 tends to go to the right as written. This is in fact what occurs when
lead metal directly contacts a solution of copper(II) ion. Therefore, if a waste
solution containing copper(II) ion, a relatively innocuous pollutant, comes into
contact with lead in plumbing, toxic lead may go into solution.

Based on the above calculation, if the electrochemical cell shown in Figure 8.14
were set up with activities of both Cu2+ and Pb2+ at exactly 1 (approximated by con-
centrations of 1 mole/liter), the potential registered by “E,” a meter that measures
voltage, but does not allow any current to flow, would be 0.463 volts. The lead
electrode would be negative because the reaction tendency is for Pb metal to give up
negative electrons to the external circuit and go into solution as Pb2+ ion, whereas
Cu2+ ions tend to remove electrons from the copper electrode, giving it a + charge
and coming out of solution as Cu metal. The effects of different concentrations on
the potential that would be measured in such a cell are discussed in the following
section.
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Figure 8.14  Electrochemical cell in which the tendency for the reaction Cu2+  +  Pb  ←→  Cu  +
Pb 2+ can be measured. In this configuration, “E” has a very high resistance and current cannot
flow.

 
8.11 EFFECT OF CONCENTRATION:  NERNST EQUATION

The Nernst equation  is used to account for the effect of different activities
upon electrode potential. Referring to Figure 8.14, if the Cu2+ ion concentration is
increased with everything else remaining constant, it is readily visualized that the
potential of the left electrode will become more positive because the higher concen-
tration of electron-deficient Cu2+ ions clustered around it tends to draw electrons
from the electrode. Decreased Cu2+ ion concentration has the opposite effect. If Pb2+

ion concentration in the right electrode is increased, it is “harder” for Pb atoms to
leave the Pb electrode as positively charged ions, therefore, there is less of a
tendency for electrons to be left behind on the Pb electrode, and its potential tends to
be more positive. At a lower value of [Pb2+] in the right half-cell, the exact opposite
is true. Such concentration effects upon E are expressed by the Nernst equation. As
applied to the reaction in question,

Cu2+  +  Pb  ←→  Cu  +  Pb2+ E0 = 0.463 volt (8.10.10)

the potential of the cell, E, is given by the Nernst equation,

E = E0 +  2.303RT log  [Cu2+]   =  0.463  +   0.0591 log   [Cu2+] (8.11.1)                                                       
nF [Pb2+] 2 [Pb2+]

↑  
(at 25˚C)

where R is the molar gas constant, T is the absolute temperature, F is the Faraday
constant, n is the number of electrons involved in the half-reaction (2 in this case),
and the activities are approximated by concentrations. The value of 2.303RT/F is
0.0591 at 25˚C.

As an example of the application of the Nernst equation, suppose that [Cu2+] =
3.33 × 10-4 mol/L and [Pb2+] 0.0137 mol/L. Substituting into the Nernst equation
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above gives the following:

E = 0.463 volt +  0.0591 log  3.33 × 10-4
   =  0.415                             

2 0.0137

The value of E is still positive and Reaction 8.10.10 still proceeds to the right as
written. 

8.12 POTENTIOMETRY

Most of this discussion of electrochemistry has dealt with effects involving a
flow of electrical current. It has been seen that chemical reactions can be used to
produce an electrical current. It has also been seen that the flow of an electrical
current through an electrochemical cell can be used to make a chemical reaction
occur. Another characteristic of electricity is its voltage, or electrical potential,
which was discussed as E and E0 values above as a kind of “driving force” behind
oxidation-reduction reactions.

As noted above, voltage is developed between two electrodes in an electrochem-
ical cell. The voltage depends upon the kinds and concentrations of dissolved chem-
icals in the solutions contacted by the electrodes. In some cases this voltage can be
used to measure concentrations of some substances in solution. This gives rise to the
branch of analytical chemistry known as potentiometry. Potentiometry uses ion-
selective electrodes or measuring electrodes whose potentials relative to a
reference electrode vary with the concentrations of particular ions in solution. The
reference electrode that serves as the ultimate standard for potentiometry is the
standard hydrogen electrode shown in Figure 8.13. In practice, other electrodes, such
as the silver/silver chloride or calomel (mercury metal in contact with Hg2Cl2) are
used. A reference electrode is hooked to the reference terminal input of a voltmeter
and a measuring electrode is hooked to the measuring terminal; in practice, both
electrodes are immersed in the solution being analyzed and the potential of the
measuring electrode is read versus the reference electrode. 

Two very useful ion-selective electrodes are shown in Figure 8.15. The easier of
these to understand is the fluoride ion-selective electrode consisting of a disc of
lanthanum fluoride, LaF3, molded into the end of a plastic body and connected to a
wire. When this electrode is placed in solution, its potential relative to a reference
electrode (an electrode whose potential does not vary with the composition of the
solution) shifts more negative with increasing concentrations of F- ion in solution.
By comparing the potential of the fluoride electrode in a solution of unknown F-

concentration with its potential in a solution of known F- concentration, it is possible
to calculate the value of the unknown concentration.
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Figure 8.15  A fluoride ion-selective electrode (left) and a glass electrode used to measure pH
(right).

The potential of the fluoride measuring electrode at 25˚C responds according to
the Nernst equation in the form,

E = Ea  - 0.0591 log [F 
-

 ] (8.12.1)

where E is the measured potential of the fluoride electrode versus a reference
electrode. (Strictly speaking, E is a function of activity of fluoride ion, which is
approximated very well by [F 

-
 ] at relatively lower concentrations of F 

-.) Ea is not a
true E0, but is treated just like E0 in the Nernst expression. Equation 8.12.1 shows
that for every 10-fold increase in [F 

-
 ], the potential of the fluoride electrode shifts in

a negative direction by 0.0591 volt (59.1 millivolt). Increasing the concentration of a
negatively charged ion shifts the potential to more negative values.

The other electrode shown in Figure 8.15 is the glass electrode used to measure
H+ concentration. Its potential varies with the concentration of H+ ion in solution.
The electrode has a special glass membrane on its end to which H+ ions tend to
adsorb. The more H+ ions in the solution in which the electrode is dipped, the more
that are adsorbed to the membrane. This adsorption of positively charged ions shifts
the potential positive with increasing H+. This shift in potential is detected by a
special voltmeter with a high resistance called a pH meter. The pH meter makes
contact with the glass membrane by way of a silver chloride (AgCl)-coated silver
wire dipping into a solution of HCl contained inside the electrode. The potential is,
of course, measured relative to a reference electrode, also dipping into the solution.
Recall from Section 7.5 that pH is equal to the negative logarithm of the hydrogen
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ion concentration, so that as the potential of the glass electrode becomes more
positive, a lower pH is indicated. The Nernst equation that applies to the glass
electrode is

E = Ea  + 0.0591 log [H+
 ] (8.12.2)

and, since pH = -log [H+
 ], the following applies: 

E = Ea  - 0.0591 pH (8.12.3)

To measure pH, the pH meter must first be calibrated. This is done by placing
the electrodes in a standard buffer solution (a buffer solution is one that resists
changes in pH with added acid, base, or water, and a standard buffer solution is one
made up to an accurately known pH) of known pH. After calibration, the pH meter is
then adjusted to read that pH. Next, the electrodes are removed from the buffer
solution, rinsed to remove any buffer, and placed in the solution of unknown pH.
This pH is then read directly from the pH meter.

8.13 CORROSION

Corrosion is defined as the destructive alteration of metal through
interactions with its surroundings—in short, rust. It is a redox phenomenon
resulting from the fact that most metals are unstable in relation to their surroundings.
Thus, the steel in cars really prefers to revert back to the iron oxide ore that it came
from by reacting with oxygen in the air. The corrosion process is accelerated by
exposure to water, which may contain corrosive salt placed on road ice, or acid from
acid rain. It is only by the application of anticorrosive coatings and careful
maintenance that the process is slowed down.

Corrosion occurs when an electrochemical cell is set up on a metal surface, as
shown in Figure 8.15. A layer of moisture serves to dissolve ions and act as a salt
bridge between the anode and cathode. The area in which the metal is oxidized is the
anode. Typically, when iron is corroded, the anode reaction is,

Fe(s)   →   Fe2+(aq)  +  2e- (8.13.1)

so that the solid iron goes into solution as Fe2+ ion. Several cathode reactions are
possible. Usually oxygen is involved. A typical cathode reaction is

O2(g)  +  4H+(aq)  +  4e-   →   2H2O (8.13.2)

The overall corrosion process is normally very complicated and involves a
number of different reactions. Very commonly, bacteria are involved in corrosion.
The bacterial cells derive energy by acting as catalysts in the corrosion reactions.
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Figure 8.16  Electrochemical cell on a metal surface on which corrosion occurs.

CHAPTER SUMMARY

The chapter summary below is presented in a programmed format to review the
main points covered in this chapter. It is used most effectively by filling in the
blanks, referring back to the chapter as necessary. The correct answers are given at
the end of the summary.

Passing electricity through a solution of sodium sulfate in water 1                         
                                              . To a large extent, the nature of inorganic species in
water depends upon whether the water is 2                                 or 3                            .
The study of the interaction of chemistry and electricity is called 4                    . The
loss of electrons by an atom is called 5                       , and the atom is said to have
been 6                              . A gain of electrons by an atom is called 7                        ,
and the atom is said to have been 8                       . The hypothetical charge that an
atom would have if it gained or lost a particular number of electrons in forming a
chemical compound is called its 9                              . For chemically combined O the
oxidation number is almost always 10             and for chemically combined H it is
almost always 11                   . The oxidation number of any element in its elemental
form is 12            . The sum of the oxidation numbers of the elements in a compound
equals 13                       , and the sum of the oxidation numbers of the elements in an
ion equals 14                                           . In chemical compounds, Na, Ca, and F have
oxidation numbers of 15     ,       , and        , respectively. When a solution containing
Cu2+ ions comes into contact with iron metal, the products are 16                                 
             . As a result of this process, Fe metal is  17                                     and Cu2+

ion is 18                                       . A device designed to carry out a reduction half-
reaction and an oxidation half-reaction in physically separate locations such that
electrical energy may be extracted is called  19                               . Metal or graphite
bars that transfer electrons between wires and the solution in an electrochemical cell
are called 20                          . The one of these at which reduction occurs is called the
21                                            , and the one at which oxidation occurs is the 22             
                   . The function of a salt bridge is to 23                                                          
                                                                                    In a dry cell the cathode
consists of 24                                      and the anode is 25                                . The
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overall reaction in a dry cell is 26                                                                                  .
A reaction that is made to occur by the passage of electrical current through a
solution is called 27                                         and it takes place in 28                            
                           . When an electrical current is passed through a solution of melted
NaCl,  29                                    is produced at the graphite anode and 30                      
is produced at the iron cathode. When an automobile battery is discharged, 31            
                                is oxidized at the anode and 32                                       is reduced
at the cathode. The device in which the overall reaction, Cd  +  NiO2  +  2H2O  →
Cd(OH)2  +  Ni(OH)2 occurs is the 33                                                    . A device in
which H2 and O2 are used for the direct production of electrical energy from a
chemical reaction is a 34                                                                 . The direct
conversion of light energy to electrical energy is accomplished in a 35                         
             . Such a device consists of two layers known as the 36                                     
and the 37                                   . The process by which electricity is used to plate a
layer of metal onto an object made from another metal is called 38                              .
In a fuel cell powered with H2 and O2, electrons are produced at the anode by
oxidation of  39                    and electrons are taken up at the cathode by reduction of
 40                  . In a solar cell, doping silicon with boron atoms produces 41                 
and doping with arsenic atoms produces 42                                               . The
tendency of a half-reaction to go to the right or to the left as written is expressed by a
43                                                      . Account is taken of the influence of differences
in concentration on this tendency by the 44                                       . The standard
electrode against which all other electrode potentials are compared is called the 45     
                                                         for which the assigned E0 value is 46                     
and the half-reaction is 47                                                                    . The measured
potential of an electrode versus the standard hydrogen electrode when the activities
of all the reaction consituents are exactly 1 is called the 48                                            
                                                           . The fact that the reaction Cu2+  +  Pb  ←→  Cu
+  Pb2+ goes to the right as written indicates that E0 for the half-reaction Cu2+  +  2e-

←→  Cu has a 49                                          value than E0 for the half-reaction Pb2+  +
2e-  ←→  Pb. The Nernst equation applied to the reaction Cu2+  +  Pb  ←→  Cu  +
Pb2+ (E0 = 0.463 volt) at 25˚C is 50                                                                   . 
The branch of analytical chemistry in which the voltage developed by an electrode is
used to measure the concentration of an ion in solution is called 51                           .
The electrodes used for this purpose are called by the general name of 52                    
                                  and they must always be used with a 53                    . The
voltage developed at a glass membrane is used to measure 54                                       
or 55                       . Before measurement of an unknown pH, a pH meter and its
electrode system must be calibrated using a known 56                                                  .
The destructive alteration of metal through interactions with its surroundings is
called  57                                 . In the electrochemical cell typically involved with
this phenomenon, the metal is oxidized at the  58                                    .

Answers to Chapter Summary

1. breaks the water down into H2 and O2.
2. oxidizing
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3. reducing
4. electrochemistry
5. oxidation
6. oxidized
7. reduction
8. reduced
9. oxidation number

10. -2
11. +1
12. 0
13. 0
14. the charge on the ion
15. +1, +2, -1
16. Cu metal and Fe2+ ion in solution
17. oxidized
18. reduced
19. an electrochemical cell
20. electrodes
21 cathode
22. anode
23. allows for transfer of ions between half-cell
24. a graphite rod
25. A zinc cylinder
26. 2MnO2(s) + 2NH4

+(aq) + Zn(s)  →  Zn2+(aq) + 2MnO(OH)(s) + 2NH3(aq)
27. an electrolytic reaction
28. an electrolytic cell
29. chlorine gas
30. liquid sodium
31. Pb metal
32. PbO2
33. nickel-cadmium storage battery
34. fuel cell
35. solar cell
36. donor layer
37. acceptor layer
38. electroplating
39. H2
40. O2
41. holes
42. a donor layer
43. standard electrode potential, E0

44. Nernst equation
45. standard hydrogen electrode, SHE
46. 0.000 volts
47. 2H+  +  2e-  ←→  H2
48. standard electrode potential, E0

49. higher
50. E = 0.463 +  0.0591 log  [Cu2+]
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2 [Pb2+]

51. potentiometry
52. ion-selective electrodes
53. reference electrode
54. H+ ion concentration
55. pH
56. buffer solution
57. corrosion
58. anode

EXERCISES FOR CHAPTER 8

1. Which element has such a “strong appetite” for electrons that its name is the basis
for the term used to describe loss of electrons?

2. Give the oxidation number of each of the elements marked with an asterisk in the
following species:  Pb*O2, N*H4

+, Cl*2, CaS*O4, Cd*(OH)2

3.  For what purpose is a Downs cell used?

4.  How is cementation used to purify water?

5. Small mercury batteries are often used in cameras, wrist watches, and similar
applications. The chemical species involved in a mercury battery are Zn, ZnO,
Hg, and HgO, where Zn is the chemical symbol for zinc and Hg is that of
mercury. If one were to coat a moist paste of HgO onto Zn, a reaction would
occur in which Hg and Zn are produced. From this information write the cathode,
anode, and overall reactions involved in the discharge of a mercury battery. You
may use the oxide ion, O2-, in the half-reactions.

6. What are the major ingredients of the paste used to fill a dry cell?
7. Pure water does not conduct electricity. However, by passing an electrical cur-

rent through water, pure H2 and O2 may be prepared. What is done to the water
to make this possible?

8.  In this chapter, it was mentioned that Cl2 gas could be prepared by electrolysis of
a solution of NaCl in water. Elemental Na reacts with water to give NaOH and
H2 gas. Recall that the electrolysis of melted NaCl gives Na metal and Cl2 gas.
From this information, give the cathode, anode, and overall reactions for the
electrolysis of a solution of NaCl in water.

9. What is the definition of cathode? What is the definition of anode? 

10. Give the cathode, anode, and overall reactions when a nickel-cadmium battery is
charged. 

11. From a knowledge of automobile exhausts and coal-fired power plants, justify
the statement that “a fuel-cell is a non-polluting source of energy.”

12. What is meant by a positive hole in the acceptor layer of Si in a solar cell? What
distinguishes the donor layer?
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13. From the E0 values given in Section 8.10, give the E0 values of the following
reactions:

(A) 2Fe3+  +  Pb  ←→  2Fe2+  +  Pb2+

(B) 2Cl2  +  2H2O  ←→  4Cl-  +  O2  +  4H+

(C) 2Ag+  +  Zn  ←→  2Ag  +  Zn2+

(D) 2Fe3+  +  Pb  ←→  2Fe2+  +  Pb2+

14. How can it be deduced that metallic zinc and metallic lead displace H from
strong acid, whereas metallic copper and silver do not?

15. Given Fe3+  +  e-  ←→  Fe2+, E0 = 0.771 volt, and Ce4+  +  e-  ←→  Ce3+, E0 =
1.80 volt, calculate E0 for the reaction Ce4+  +  Fe2+  ←→  Ce3+ + Fe3+. Using
the Nernst equation, calculate E for this reaction when [Ce4+] = 9.00 × 10-3

mol/L, [Ce3+] = 1.25 × 10-3 mol/L, [Fe3+] = 8.60 × 10-4 mol/L, and [Fe2+] =
2.00 × 10-2 mol/L.

16. In millivolts (mv) the Nernst equation (Equation 8.12.1) applied to the fluoride
ion-selective electrode is E = Ea - 59.1 log [F - ]. Suppose that the potential of a
fluoride electrode versus a reference electrode is -88.3 mv in a solution that is
1.37 × 10-4 mol/L in F -. What is the potential of this same electrode system in a
solution for which [F - ] = 4.68 × 10-2 mol/L?

17. Suppose that the potential of a fluoride electrode versus a reference electrode is
-61.2 mv in a solution that is 5.00 × 10-5 mol/L in F  -. What is the concentration
of fluoride in a solution in which the fluoride electrode registers a potential of -
18.2 volt?

18. A glass electrode has a potential of 33.3 mv versus a reference electrode in a
medium for which [H+] = 1.13 x 10-6 mol/L. What is the value  [H+] in a
solution in which the potential of the electrode registers 197.0 mv?

19. A glass electrode has a potential of 127 mv versus a reference electrode in a pH
9.03 buffer. What is the pH of a solution in which the electrode registers a
potential of 195 mv?

20. Consider an electrochemical cell in which a standard hydrogen electrode is con-
nected by way of a salt bridge to a lead electrode in contact with a Pb2+ solution.
How does the potential of the lead electrode change when the concentration of
Pb2+ ion is increased? Explain.
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